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Abstract 
 
We report measurements of the calcite dissolution rate in CO2-saturated water at pressures 
ranging from (6.0 to 13.8) MPa and temperatures from (323 to 373) K. The rate of calcite 
dissolution in HCl(aq) at temperatures from (298 to 353) K was also measured at ambient 
pressure with pH between 2.0 and 3.3. A specially-designed batch reactor system, 
implementing a rotating disc technique, was used to obtain the dissolution rate at the 
solid/liquid interface of a single crystal, free of mass transfer effects. We used Vertical 
Scanning Interferometry to examine the texture of the calcite surface produced by the 
experiment and the results suggested that at far-from-equilibrium conditions, the measured 
calcite dissolution rate was independent of the initial defect density due to the development of 
a dynamic dissolution pattern which became steady-state shortly after the onset of dissolution.  
The results of this study indicate that the calcite dissolution rate under surface-reaction-
controlled conditions increases with increase of temperature from (323 to 373) K and CO2 
partial pressure from (6.0 to 13.8) MPa. Fitting the conventional first order transition state 
kinetic model to the observed rate suggested that, although sufficient to describe calcite 
dissolution in CO2-free HCl(aq), this model clearly underestimate the calcite dissolution rate 
in the (CO2 + H2O) system over the range of conditions studied. A kinetic model incorporating 
both pH and the activity of CO2(aq) has been developed to represent the dissolution rates 
found in this study. We report correlations for the corresponding reaction rate coefficients 
based on the Arrhenius equation and compare the apparent activation energies with values 
from the literature. The results of this study should facilitate more rigorous modelling of mineral 
dissolution in deep saline aquifers used for CO2 storage.  
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1. Introduction 
In recent years, carbon capture and storage (CCS) has emerged as a key technology for 
limiting anthropogenic CO2 emissions while allowing the continued utilisation of fossil fuels. 
Potential CO2 storage sites include active and depleted hydrocarbon reservoirs, un-mineable 
coal seams and deep saline aquifers [1]. Of these, the most promising geological formations 
for safe CO2 storage are deep saline aquifers because the capacity, integrity and injection 
economics are most favourable, and the environmental impact can be minimal [2, 3]. Many 
physical and chemical processes are known to occur both during and after CO2 injection in 
saline aquifers, including diagenetic chemical reactions and associated permeability changes 
[4]. The coupling of physical and chemical processes occurs in various situations, ranging 
from the near-well-bore region to far in the reservoir, and has consequences for the long-term 
viability of CO2 storage [5]. Therefore, it is essential to have a fundamental understanding of 
the physical and chemical properties of the fluids and minerals, and of the rock-fluid 
interactions, before implementing CO2 storage in saline aquifers. Since carbonate minerals 
are abundant in sedimentary rocks, one of the requirements is to characterise the reactivity of 
carbonate minerals in aqueous solutions at reservoir conditions [6]. 
 
The importance of carbonate dissolution in the (CO2 + H2O) system can be understood in 
terms of its impact on the integrity and stability of both the formation rocks and cap rocks [7, 
8]. The chemical interactions between CO2-acidified brines and the reservoir minerals can 
influence the porosity and permeability of the formations, resulting in changes in the transport 
processes occurring during CO2 storage. Typical examples reported in the literature include 
formation damage near the injection well and destabilisation of carbonate cements due to the 
presence of CO2, either of which could result in premature termination of CO2-storage 
operations [9]. Furthermore, literature suggests that mineralisation of CO2 occurs by a similar 
mechanism to the reverse process of carbonate dissolution. Hence, information derived from 
carbonate dissolution studies may be applied to enhance understanding of all aspects of CO2 
storage operations at a given site [10, 11].   
 
Calcite and dolomite are the major carbonate minerals in sedimentary rocks, and calcite is by 
far the most abundant carbonate mineral in deep-sea sediments [12]. Numerous studies have 
been performed to understand calcite dissolution rates under various conditions of 
temperature, pressure and salinity [13-20]. Some of these studies were focused on the more 
acidic environment, such as acid fracturing for enhanced oil/gas extraction [21, 22]. However, 
most were performed to evaluate sedimentary-rock and ocean-water chemistry. For CO2-
acidified aqueous systems, the chemical reactions involved during carbonate dissolution have 
usually been described in terms of up to three parallel reactions occurring at the solid-fluid 
interface as follows [15-17, 23]: 
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Here, M represents a divalent metal ion (Ca in the present work), H2CO3* is the sum of 
dissolved molecular CO2(aq) and H2CO3 in the aqueous system, and k1, k2 and k3 are rate 
coefficients. Plummer [15] suggests that the kinetics of calcite dissolution in the (CO2 + H2O) 
system can be divided into three regimes. In regime 1, dissolution is independent of CO2 
pressure per se, dominated by reaction (1) and hence dependent on the system pH only. In 
regime 2, dissolution is dependent on both pH and the partial pressure of CO2 while in regime 
3, calcium precipitation begins to play a role. Therefore, the overall carbonate dissolution rate 
can be described by:  
3*COH2H1 32 kαkαkr ++= + , (4) 
Where αX is activity of species X. This model has been used in several reservoir simulators; 
nevertheless, uncertainty remains concerning both the validity of this description and the 
values of the rate constants that appear in it under the conditions of pressure, temperature, 
pH and ionic strength pertaining to CO2 storage. One reason for this is the limited amount of 
literature relating to such conditions. It has also been noted that the high solubility of CO2 at 
reservoir conditions could result in significant changes to the activities of reactants and 
products participating in the dissolution process and alteration of the elementary steps 
responsible for rate control [12]. Another complexity in many experimental studies of calcite 
dissolution kinetics is the distinction between the reaction-controlled and mass-transfer-
controlled regimes. For the experiments conducted in batch or mixed flow reactors in which 
only overall reaction rate can be measured, the calcite dissolution rate may be primarily 
controlled by the hydrodynamic conditions that influence the thickness of the stagnant 
boundary layer. As a consequence, the observed reaction rates can be very different due to 
the varying influence of mass transfer resistance. Different values of the rate constants k1, k2 
and k3 have therefore been reported in the literature for different temperature and pH 
conditions and a fairly wide range of activation energies have been derived [15, 24, 25]. Since 
the rate equation (4) is phenomenological, the coefficients and any derived activations 
energies are best considered as apparent values. 
 
Despite a significant number of studies on calcite dissolution in aqueous solutions, very few 
experiments have been conducted at high-temperature high-pressure conditions. Pokrovsky 
et al. [26, 27] have measured the dissolution of calcite, dolomite and magnesite at 
temperatures up to 423 K with pressures up to 5.5 MPa. However, typical CO2 storage aquifers 
at depths of 1,000 metres will have pressures of around 10 MPa which may further increase 
to (12 to 15) MPa with the continuous injection of CO2 [1]. To our knowledge, no experimental 
data have been reported at such reservoir-like conditions. Additionally, calcite dissolution in 
low pH conditions (pH < 4) have often been studied under mass transfer limited conditions 
where hydrodynamics are highly influential and the data may not reflect the fluid transport 
conditions within the porous structure of the saline formation. Furthermore, the review by 
Morse et al. [28] has suggested that much fundamental knowledge is lacking in understanding 
surface-controlled calcite dissolution reactions. The calcite dissolution data reported by 
Pokrovsky et al. [26, 27] were affected by mass transfer limitations even at the highest speed 
available in their rotating-disc reactor. Little is known about the influences of temperature and 
pressure on the calcite dissolution in the surface-reaction-controlled regime. The surface 
reaction controlled dissolution kinetics can be critical when advection is dominant during 
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reactive transport process and is the key parameter to be implemented into reactive transport 
modelling for CO2 storage simulation. In summary, very few experiments have been 
conducted at high-pressure and high-temperature reservoir-like conditions that are applicable 
to CO2 storage. Furthermore, most of the available data appear to be affected by mass-
transfer resistance at the solid-liquid interface and experimental calcite dissolution data in the 
(CO2 + H2O) system under surface-reaction-controlled regime are scattered.  
 
The impact of mass-transfer resistance on the overall dissolution rate can be reduced or 
eliminated using the rotating disc technique [29]. The transport rate constant (kt) for the 
rotating-disk reactor at finite disk rotation speeds is given by  
δDk /t = , (5) 
where D is the diffusion coefficient of CO2 and δ is the diffusion boundary layer thickness 
(stagnant boundary layer thickness) which in laminar flow is given approximately by the 
following relation [29-31]: 
2/13/1 )/()/(61.1 ωvvDδ = . (6) 
Here, v is the kinematic viscosity of the fluid and ω is the angular velocity of the disc. Thus, 
the thickness of the stagnant boundary layer reduces with increase of the rotational speed, 
resulting in an increase of the flux of solute to the surface for a given concentration gradient. 
At a sufficiently-high angular velocity, surface reaction becomes the rate determining step and 
the overall reaction rate obtained experimentally will be free of mass transfer effects. The 
technique has also been applied to vary the concentration of the reactants and products on 
the solid surface in a controlled manner and to evaluate the reaction rate, ion diffusion 
coefficient and the order of reaction [32, 33].  
 
Surface area is another key variable that influences the measured calcite dissolution rate and 
alternations of surface morphology may result in significant changes of dissolution rate. 
Holdren and Berner [34] proposed that defect-sites, such as dislocation and fractures, have a 
higher tendency to dissolve due to the existence of excess surface energy compared to a 
smooth surface. These observations were subsequently verified with the advent of atomic-
scale topographic techniques, such as Atomic Force Microscopy (AFM) and Vertical Scanning 
Interferometry (VSI) [35-38]. Calcite dissolution rate can be directly calculated from the real-
time observation of the topographic changes by using step-retreat velocities and the step 
densities [39]. Models describing the calcite dissolution kinetics based on those microscopic 
observations were subsequently proposed to account for the various dissolution rates at 
different defect sites. However, issues were raised after comparing the macroscopic and 
microscopic results since, in some cases, both dissolution rates agree whereas, in other cases, 
orders of magnitude differences were observed [38, 40, 41]. This leads to a further debate on 
the applicability of the experimental macroscopic and microscopic dissolution rate in reactive 
transport models since the geometrical surface area strongly depends on the scale at which 
the process are observed [42].   
 
From the above discussion, we conclude that additional studies are required for calcite 
dissolution in (CO2 + brine) systems at reservoir conditions. However, for such studies to be 
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meaningful, one must first have a thorough understanding of calcite dissolution in the simpler 
(CO2 + H2O) system. Accordingly, the main objective of the present research was to measure 
systematically the calcite dissolution rate in CO2 saturated water, free of mass transfer effects, 
and to quantify the impact of high CO2 pressure on the dissolution rate and kinetics. In this 
paper, we described a new batch dissolution reactor system for investigating calcite 
dissolution under surface-reaction-controlled conditions using the rotating disc technique. We 
have applied this technique for calcite dissolution in the (CO2 + H2O) system at temperatures 
from (323 to 373) K and pressures up to 13.8 MPa at far-from equilibrium conditions. Our 
second objective was to probe whether changes in defect densities can result in different 
calcite dissolution rates in the surface-reaction controlled regime at far-from-equilibrium 
conditions. Batch-type experiments usually use geometric surface area as an approximation 
to the reactive surface area and neglect the change of surface morphology. However, the 
validity of such approximation is still debatable and is highly dependent on the saturation 
conditions of the solution. Therefore, understanding the impact of surface morphology on 
“macroscopic” dissolution rate will facilitate more rigorous modelling of mineral dissolution in 
deep saline aquifers used for CO2 storage. 
 
2. Experiments 
2.1. Material 
CO2 with a specified minimum mole-fraction 0.99995 was supplied by BOC in a liquid-
withdrawal cylinder. Pure deionised water with electrical resistivity > 18 MΩ·cm at T = 298 K 
was produced with a reverse-osmosis apparatus (Millipore) and degassed using an ultrasonic 
bath before use. Oxygen-free N2 was supplied by BOC. Hexane and propan-2-ol used in this 
work for cleaning purposes were purchased from Sigma Aldrich with purities of 0.95 or higher. 
Sigma Aldrich also supplied 0.01 M HCl(aq), 0.1 M HNO3(aq) and 0.02 M aqueous 2,6-
pyridinedicarboxylic acid. The carbonate samples used in this experiment were cleaved from 
a single large rhombohedral crystal of Iceland Spar obtained from Bolivia.  
 
2.2. Batch Dissolution Reactors 
Figure 1 is a schematic of the three-vessel reactor system used in our carbonate-dissolution 
experiments. All the wetted metallic parts were made from either titanium or Hastelloy C276, 
both of which offer resistance to corrosion in concentrated brines at high temperature.  
 
All three reactors were supplied by Parr Instruments Ltd. Reactor 1 permits an aqueous 
solution to be brought into equilibrium with the mineral of interest in the absence of CO2; this 
would corresponded, for example, to the state of formation brine prior to injection of CO2. Since 
the focus of this study is dissolution at far-from-equilibrium condition, reactor 1 was not used 
in the present work. The other two reactors were of the same type (model 4545) with an inner 
diameter of 8.25 cm, an internal depth of 11.9 cm and a working volume of 600 cm3. PTFE o-
ring seals were used and the maximum working pressure and maximum working temperature 
were 40 MPa and 523 K, respectively. Each reactor was equipped with an electric heating 
jacket, operated with a process controller, to regulate the temperature, and a magnetically-
coupled stirrer to ensure the homogeneity of the fluid within. A type J thermocouple in a 1/8’’ 
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diameter stainless steel sheath, calibrated with an uncertainty of 0.5 K, was installed into each 
reactor. 
 
The CO2 pressure in reactors 2 and 3 was controlled by a syringe pump (Teledyne Isco, model 
260DM) with a capacity of 260 cm3, a maximum operating pressure of 52 MPa and a resolution 
of 0.01 cm3. Liquid CO2 was drawn into the pump through a 0.5 µm pore-size particulate filter. 
The pump cylinder was cooled by passing water at T = 283.15 K from a circulating chiller 
through a cooling jacket thereby ensuring that the CO2 remained in the liquid phase within the 
pump.  
 
As shown in Figure 2, the mineral sample was mounted in a disc-shaped holder that was fitted 
to the stirrer shaft of reactor 3. The sample holder was fabricated in titanium and the rock 
sample was held in place by embedding it in a cast disk of epoxy resin (Stycast 2850 FT) 
which was then fixed in the holder using grub screws. An additional set of removable titanium 
stirred blades can be seen above the sample holder in figure 2. The original large sample of 
calcite was cleaved into small rectangles and cleaned using de-ionised water and propan-2-
ol before being fixed in the epoxy resin to provide an exposed area for reaction ranging from 
100 mm2 to 200 mm2. The resin was then cured in an oven for 12 h at T = 323 K prior to being 
placed into the rock holder, as seen in Figure 2. The resin ensured that the only one face of 
the sample was exposed to the solution, the dimension of which was measured with callipers.  
 
Reactor 3 was fitted with a simple manual liquid sampling system (comprising valves V12, V13 
and V14). This allowed the withdrawal of small samples (around 1.4 mL) of the solution at 
various times during the reaction for the purpose of compositional analysis. In order to quantify 
the amount of dissolved carbonate, samples were analysed by ion chromatography (IC). In 
this study, a Metrohm 790 Personal Ion Chromatography System was employed with a 
Metrosep C4 column (250 mm × 4 mm i.d.), a Metrosep C4 pre-column (50 mm × 4 mm i.d.), 
and an electrical-conductivity detector with a detection limit to Ca2+ of approximately 50 ppb 
(parts per billion by mass). The eluent was an aqueous solution containing 2 × 10-3 M HNO3 
and 8 × 10-4 M 2,6-pyridinedicarboxylic acid. The IC system was calibrated using a certified 
standard solution (Sigma Aldrich) containing 10 ppm of Li+, Na+, K+, Ca2+ and Mg2+ with an 
uncertainty of less than 0.02 ppm. The samples taken from reactor 3 were first diluted and 
then placed in an auto-sampler from which several injections were made onto the IC column.  
 
2.3. Experimental procedure 
Prior to first use, the entire system was cleaned thoroughly with hexane, propan-2-ol, 
deionised water, and CO2 in sequence, repeated several times. To test the purity of the sample, 
small pieces of calcite were sliced from each cleavage, dissoved in 0.1 M HNO3, and analysed 
by ion chromatography. The detection limit for both Ca2+ and Mg2+ was 50 ppb. For the calcite 
used in this study, no cation peaks, other than Ca2+, were observed.  
 
At the start of each experiment 300 mL of de-ionised water was loaded into reactor 2, a volume 
sufficient to ensure that the calcite sample would be fully immersed in the solution once 
transferred to reactor 3. After closing the system, the sample solution was further degassed 
using the vacuum pump for 30 min with stirring at room temperature, before pressurising 
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reactors 2 and 3 with CO2 and bringing the system to the desired experimental temperature. 
To ensure the solution in reactor 2 was fully CO2-saturated, the liquid was stirred at a rotation 
speed of 200 rpm for at least 4 h after CO2 was injected at the required temperature and 
pressure. Following this, the CO2-saturated liquid was transferred via V7 (at constant pressure 
and temperature) to reactor 3 in which the calcite sample was continuously rotating at a given 
angular velocity. The dissolution of the mineral sample was then monitored by periodically 
sampling the solution in reactor 3 and measuring its composition as detailed above. During 
the experiment, pressures and temperatures were constantly monitored and logged. 
 
Samples captured in the tubing between valves V13 and V14 were allowed to cool, flushed 
into a sample bottle using a flow of low pressure nitrogen, and immediately diluted tenfold with 
deionised water to avoid precipitation. Samples were taken approximately every 5 to 10 min 
with a total experiment duration of approximately 60 min. The total amount of solution sampled 
(8-10 samples) did not exceed 5% of the initial volume of solution. 
 
A similar procedure was followed to measure the dissolution of calcite in HCl(aq). In this case, 
CO2 was not introduced and the experiment was carried out under nitrogen gas at ambient 
pressure. 
 
The dissolution rate r of the calcite in reactor 3 was calculated from the calcium ion 
concentration c as a function of time t as follows: 
)/)(/( AVdtdcr = , (7) 
where V is the volume of solution in reactor 3 and A is the geometric area of the calcite sample 
exposed to the solution. In general, (dc/dt) can be estimated from the experimental c(t) curve. 
In the present work, only the initial rate of reaction was required and this was determined from 
the c(t) data gathered during typically the first 15 to 20 min of reaction time (3 to 4 data points). 
This is to minimise the effect of the changes in both the solution pH and the geometric surface. 
A similar procedure was introduced in the study conducted by Alkhaldi et al. [43] where the 
first 4 data points (total reaction time of 10 min) were used to derive their reaction rate.  
 
3. Results and Discussion 
3.1. Calcite dissolution rate in HCl system.  
Fig 3 shows an example for the concentration of dissolved calcium in the solution in reactor 3 
as a function of time at constant temperature, (ambient) pressure and sample angular velocity. 
It can be seen that the concentration of Ca2+ in solution increased linearly with time over the 
first 20 min, after which the slope began to decrease. Using the PHREEQC 3.0 software with 
the Pitzer database [44, 45], it was estimated that the pH value of the HCl solution in reactor 
3 had increased by less than 0.04 pH units during the first 20 min of reaction at all temperature 
conditions studied. However, as more calcite dissolved in the solution, the final pH value of 
the solution after 60 min elapsed time was estimated to increase by 0.3 to 0.5 units and this 
increase could significantly retard the dissolution rates, leading to a more flat curve [46].  
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A total of 47 rotating-disc experiments were carried out in the present work at temperatures 
from (295 to 353) K in the (HCl + H2O) system at ambient pressure. Each experiment uses a 
new calcite cleavage and no sample was reused. The experimental results are summarised 
in Table 1, where each reaction rate was determined as the average from 2 or 3 experiments 
under identical conditions. The repeatability of the reaction rate was found to be within ±15 %. 
 
In order to render the mass-transfer resistance negligible, the disc must be rotated sufficiently 
fast. To find the angular velocity required to achieve this, a series of experiments was 
performed for calcite dissolution in the (HCl + H2O) system at T = 353 K. The experimental 
results, shown in Fig 4, demonstrated that, with increase of ω, the observed reaction rate 
initially increased and then reached a plateau which we associate with the surface reaction 
rate without mass transfer resistance. At this temperature, the minimum angular velocity to 
eliminate mass-transfer effects for calcite dissolution in 0.01 M HCl was around 70 s-1 and the 
dissolution rate was about 0.0033 mol·m-2·s-1.  
 
Alkattan et al. [47] proposed a mathematical model to describe the overall reaction rate r for 
calcite dissolution in rotating disc reactor as a function of rotational speed, which may be 
deduced from Eqs (4 to 6). Their expression is as follows: 
2/1
6/13/2
1 62.0
111 −
−+= ωcνDγckr
, (8) 
where c and γ are the concentration and activity coefficient (on a molarity scale) of H+ in the 
bulk solution. The model was applied in this study for calcite dissolving in 0.01 M HCl solution 
at T = 353 K in the non-reaction controlled regime (ω < 70 s-1). Using the solution kinematic 
viscosity (v = 0.37 × 10-7 mm2·s-1), the diffusion coefficient was estimated to be 7.8 × 10-9 m2·s-
1. This is in reasonable agreement with the value of 9.4 × 10-9 m2·s-1 estimated by Alkattan et 
al. [47] from their rotating-disk measurements. However, the geometry of our system, with 
small rectangular samples set off-centre in a disc-shaped epoxy mould, does not conform to 
the assumptions upon which equation (8) is based. Furthermore, since the Reynolds’ numbers 
(based on the radius of the sample holder) exceeded 105 in the plateau region of Fig. 4 it is 
likely that the flow became turbulent at high rotational speeds rather than being laminar as 
assumed in the derivation of equation (8). Accordingly, only data gathered at high rotational 
speeds were used and these were identified as being surface-reaction controlled.  
 
Compton [25] proposed that calcite dissolution kinetics in the surface-reaction-controlled 
regime in a strong acid at pH < 4 could be modelled as a simple first-order heterogeneous 
reaction, in which case 
+⋅= H1 αkr , (9) 
where k1 is the rate coefficient appearing in Eq. 8. The dissolution rates of calcite in HCl 
solution at T = 353 K, ambient pressure, and pH of 2.0 to 3.3 are presented in Fig 5 together 
with the calculated rate coefficients based on Eq. (9). It can be seen that, while the dissolution 
rate decreased rapidly with increasing solution pH, all the data are consistent with a single 
value of the reaction rate constant k1. The relative uncertainty of each k1 value was obtained 
through error propagation based on the uncertainties of r and pH and was found to be around 
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16 % at 95 % confidence. Fig 6 shows the values of ln(k1) obtained in this way for calcite 
dissolution in HCl(aq); the data are plotted as a function of 1/T and conform to the Arrhenius 
equation. From the slope of the linear regression line and the uncertainties propagated from 
the k1 values, the apparent activation energy for calcite dissolution in HCl solution was found 
to be (16 ± 4) kJ·mol-1 at 95% confidence.  
 
A wide range of activation-energy values may be found in the literature and, for dilute solutions 
under far-from-equilibrium conditions, values of between (20 and 60) kJ·mol-1 have been 
reported [16][33, 48-52]. Sjöberg [16] studied calcite dissolution at pH of between 8 and 10 
and at temperature of (278.15 to 323.15) K under conditions considered to be mainly surface-
reaction-rate controlled, and obtained an activation energy of 35 kJ·mol-1. Later, Sjöberg and 
Rickard [48] reported an activation energy of (46 ± 4) kJ·mol-1 under far-from-equilibrium 
condition at pH of around 8.4 and at temperatures between (274.15 and 335.15) K. These 
authors used a rotating disc apparatus and analysed the results according to equation (8) to 
obtain k1. They did not observe the limiting behaviour seen in our work at high rotational 
speeds. Lund et al. [33] also used a rotating disc apparatus and reported that at T = 298 K 
dissolution was mass-transfer limited even at high rotational speed; they concluded from 
measurements at temperatures between (257.55 and 298.15) K that the apparent activation 
energy is approximately 60 kJ·mol-1. A smaller values of 35 kJ·mol-1 was found by Gutjahr et 
al. [49] using a stirred-vessel apparatus with powdered calcite at neutral to alkaline pH. More 
recently, Finneran et al. [50] and Gledhill et al. [51] have reported activation energies of (20 ± 
2) kJ·mol-1 and 20 kJ·mol-1 respectively for calcite dissolution in CO2-saturated saline water; 
both studied crushed samples at pH > 5.4 and stated that the observed rate was reaction 
controlled. The discrepancies observed between literature sources are substantial and the 
findings of Sjöberg and Rickard [48] and Lund et al. [33] are qualitatively and quantitatively 
different from our own. Both of these investigations reported significant mass-transfer 
limitations in experiments conducted with a rotating-disc apparatus whereas, at high rotational 
speeds, we found the dissolution rate to be independent of ω indicating that a surface-
reaction-controlled limit had been achieved (see Figure 4). Sjöberg and Rickard [48] and Lund 
et al. [33] both used small discs cut from marble or Icelandic Spar under conditions that appear 
to have conformed to the assumptions underlying equation (8). On the other hand, our 
measurements were made at higher Reynolds numbers and this may explain why we found a 
reaction-controlled limit at high rotational speeds as evidenced in Fig. 4. This factor aside, the 
differences between the apparent activation energies reported in the literature and in the 
present study may be associated with the different regimes of pH and salinity studied. We 
speculate that the dynamic steady-state dissolution behaviour, as discussed below for our 
calcite-CO2-H2O studies, may play a role. The abundant, short-lived, small etch pits formed 
under our experimental conditions lead to more favourable reaction sites, compared to an 
atomically-flat surface, resulting in a reduction of energy barriers required for dissolution. 
Similar observations were made by MacInnis and Brantley [20] who reported an apparent 
activation energy of (27 ± 5) kJ·mol-1 for pit deepening and widening, which is comparable with 
the value reported in this study.  
 
The value of k1 at T = 298 K estimated from our data is (1.5 ± 0.24) × 10-4 m·s-1, which is 
similar to, but somewhat smaller than, the values reported in the literature. Compton [25] found 
a reaction rate constant value of (4.3 ± 1.5) × 10-4 m·s-1 while Plummer et al. reported a value 
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of 5.0 × 10-4 m·s-1. Arakaki and Mucci [52] deduced a value of 4.0 × 10-4 m·s-1 using a surface 
complexation model. Additionally, from the linear regression of our data (see Fig 6) for k1 and 
Eq.(9), the calcite dissolution rates were calculated at T = (298 and 353) K for the pH values 
of 2.03 and 3.19 investigated by Alkattan et al. [47] at the same temperature but in the mass-
transfer controlled regime. These workers obtained reaction rates of 0.72 × 10-3 mol·m-2·s-1 
and 1.11 × 10-4 mol·m-2·s-1 at pH 2.03 and 3.19, respectively, whereas our values are 1.4 × 10-
3 mol·m-2·s-1 and 2.7 × 10-4 mol·m-2·s-1 at the same pH and temperature conditions but under 
surface-reaction-controlled conditions. The greater reaction rates obtained in this work may 
be consistent with the elimination of mass-transfer resistance [15, 18, 53].  
 
3.2. Calcite dissolution rate in the (CO2 + H2O) system. 
A total of 80 rotating-disc experiments were carried out in the HCl-free, (CO2 + H2O) system 
at temperatures from (323 to 373) K with pressures up to 13.8 MPa. The concentration-time 
profiles for all the experiments were similar to those observed in the (HCl + H2O) system 
illustrated in Fig 3. The pH change during the entire experiment was evaluated by using 
PHREEQC 3.0 with the Pitzer database and was found to increase monotonically with reaction 
time. After 20 min, the calculated increase of pH ranged from 0.1 to 0.3 pH units depending 
on system temperature and the surface area of the calcite. The more significant increase of 
pH in the (CO2 + H2O) system during the first 20 min elapsed time can be attributed to the 
higher proton concentration of 0.01 M HCl(aq). The large first dissociation constant of HCl 
(pKa = -3) compared to H2CO3 (pKa = 6.5) suggests that the pH of the (CO2 + H2O) system is 
more susceptible to the increase of HCO3- activity in the system [54-56]. 
 
In order to account for the minor pH change during dissolution, the amount of calcite dissolved 
was recalculated to the pH value at the start of the experiment, assuming the proton-promoted 
dissolution rates related to this pH change is linearly dependent on the H+ activity change [26] 
and the relationship can be described by Eqn. 9 at all temperatures: 
)H(
1meascal 10
pkCC ∆⋅+= . (10) 
Where Cmeas is the measured concentration of calcite using IC and Ccal is the calculated 
concentration taking into account the change of pH. One example of such re-calculated 
dissolution profile was shown in Fig 7. It can be observed that a linear slope was obtained for 
the first 20 mins of reaction time, followed by a decline of reaction rate at later times. This 
change of slope cannot be attributed to the pH change since its impact has been corrected. 
However, the continuous dissolution of calcite will raise the ionic strength of the system, which 
may also inhibit dissolution as described by Finneran and Morse [50]. The calcite dissolution 
rate was calculated from the slope of the linear relationship by averaging 2 or 3 experiments 
under identical conditions. The results are summarised in Table 2 and the repeatability of the 
reaction rate was found to be within approximately ±15 %.  
 
A series of experiments was also performed to determine the minimum ω required for calcite 
dissolution in the (CO2 + H2O) system at 353 K and 13.8 MPa to eliminate the mass transfer 
resistance. From Fig 4, it can be seen that the minimum angular velocity required to enter 
surface-reaction-controlled regime was around 20 s-1 for the given conditions and for all future 
experiments the angular velocity was maintained at 42 s-1 or above. The reduction of the 
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minimum ω compared to the 0.01 M HCl(aq) can be attributed to the slower surface-reaction 
rate in the (CO2 + H2O) system because of the increase of pH.  
 
Calcite dissolution rates measured in the (CO2 + H2O) system under surface-reaction-
controlled conditions are plotted in Fig 8 and span the ranges T = (323 to 373) K and p = (6.0 
to 13.8) MPa. It can be seen that the calcite dissolution rate increases with increase of 
temperature and pressure. Very few studies have been completed on the rate of calcite 
dissolution in the (CO2 + H2O) system at high-temperature high-pressure reservoir conditions. 
Pokrovsky [26] have recently published a series of studies on calcite dissolution kinetics in the 
(CO2 + H2O) system at temperatures and pressures up to 423 K and 5.5 MPa, respectively; 
however, their calcite dissolution data were gathered in a mass-transfer-controlled regime. 
Pokrovsky reported a dissolution rate at T = 373 K and p = 5.0 MPa of 6 × 10-4 mol·m-2·s-1 
while, in this study, the dissolution rate at the same temperature and p = 6 MPa was 8.2 × 10-
4 mol·m-2·s-1. The higher CO2 pressure in this study could contribute to the rise of reaction rate 
due to the decrease of pH; however, this impact is estimated to be small since the pH only 
decreases by about 0.03 units between (5 and 6) MPa at T = 373 K according to the model of 
Peng et.al [55]. Additionally, the increase of dissolved CO2 cannot account for the 30% 
increase of dissolution rate since CO2 solubility only changed by about 10% from 0.47 mol·kg-
1 to 0.52 mol·kg-1 according to the model proposed by Hou et al. [57]. The explanation for the 
higher reaction rate found in this study is most likely due to the elimination of mass transfer 
resistance [12]. Similar behaviour was also observed when comparing the values obtained in 
this study with the data reported by others [15, 24, 53, 58] at similar pH values. The calcite 
dissolution data reported in this study were systematically higher than the literature data 
measured in the transport-controlled regime. 
 
3.3. Impact of surface morphology on dissolution rate.  
As discussed by Schott et al. [41], macroscopic reaction-rate measurements should be 
rationalized in the light of microscopic studies of the evolution of surface roughness during the 
dissolution process. In order to illuminate this aspect of the problem, we used a Wyko NT9100 
optical profiler to examine the surface morphology of unreacted and partially-reacted calcite 
samples. This instrument uses Vertical Scanning Interferometry (VSI) to map the surface 
profile with nanometre resolution over an area of order 1 mm2. Figure 9 shows an example of 
the results obtained by this technique. The unreacted sample, which was cleaved in the normal 
way, is seen to be almost perfectly flat to the resolution of the instrument. After 10 min elapsed 
time, etch pits have developed on the calcite surface, aligned with the crystallographic axes. 
The pit morphology is that of an inverted rhombohedra pyramid, reflecting the underlying 
symmetry of the calcite crystal [39, 58]. The densely-clustered pits are typically shallow, being 
(8 to 10) μm deep, and measure (350 to 400) μm along an edge. During the time over which 
we estimated the reaction rate, the topography remains roughly constant as can be seen by 
comparing the surface profiles measured after 10 min and 20 min in Fig 9. This situation is 
similar to that reported by Duckworth and Martin [35]. After 60 min reaction, the rhombohedra 
pyramid features have disappeared and a roughly etched surface with irregular kinks and deep 
abysses was found; however, this is well beyond the time during which the reaction rate was 
evaluated.  
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Given the regular shape and the size of the etch pits during the first 20 min elapsed time, it 
was possible to calculate the change in sample surface area from the nearly-atomically-flat 
initial surface. However, the etch pits are so shallow that the relative change turns out to be 
less than 0.2 %. This justifies our use of the geometric surface area to evaluate the surface 
reaction rate constant from the linear concentration-time behaviour observed in the initial 20 
min.  
 
In order to determine the influence of initial surface roughness on the observed ‘macroscopic’ 
dissolution rate, we studied three additional calcite samples with initially modified surfaces and 
again used VSI to study the surface profiles both before and after 10 min reaction time (see 
Figure 10). Samples 1 and 2 were ground and polished on a grinder-polisher (Buehler, model 
EcoMet Pro 300 with AutoMet 300 Power Head). These treated samples can be seen to have 
very smooth surfaces prior to reaction. No surface defects are evident on sample 1, whereas 
very minor defects can be observed on sample 2. The average surface roughness (Ra) was 
calculated according to: 
∑
=
=
n
i
iyn
R
1
a
1 , (11) 
where n represent the number of ordered, equally spaced points along the profile and yi is the 
vertical distance from the mean line to the ith data point.  The average surface roughness for 
sample 1 was 123 nm as compared with a value of 56 nm for a cleaved calcite sample. The 
initial surface condition of sample 3 was obtained by reacting a cleaved crystal in the (CO2 + 
H2O) system at T = 353 K and p = 13.8 MPa for 10 min. As shown in Figure 10, all three 
samples showed a similar “sawtooth” profile after reaction, with rhombohedra-pyramid-shape 
etch pits distributed over the surface. The “macroscopic” dissolution rates for the three 
samples with initially modified surfaces are given in Table 2 together with the elapsed time, 
saturation state and the dissolution rate at the end of each run. From these results we can 
conclude that there was no statistically-significant difference between the dissolution rates of 
fresh-cleaved calcite crystals and samples that underwent various pre-treatments. This 
observation supports the hypothesis that the density of etch pits on the surface rapidly evolves 
to a dynamic steady state that, under the conditions of our experiment, prevails for at least 20 
min during which the rate of dissolution is constant and independent of modest initial 
roughness. The pristine cleaved surface may well exhibit a different surface reaction rate but 
the transition to the pitted structure appears to be so rapid that it cannot be measured in our 
experiments. 
 
This dynamic steady-state dissolution behaviour during the first 20 min elapsed time has also 
been reported by Macinnis and Brantley [20]. They measured the calcite dissolution rate in 
the surface-reaction-controlled regime and concluded that the threshold to induce such a 
steady-state dissolution is the formation of the “sawtooth” surface morphology, which is similar 
to the surface condition observed in this study. Once the steady state is reached, there is for 
some time little change in the morphology of the surface or in the dissolution rate with 
increasing dislocation density [20]. The insignificant impact of defect density on dissolution 
rates can be attributed to the low Gibbs free energy (ΔG) of the overall calcite dissolution 
reactions at the conditions investigated in this study. Here, ΔG is defined as: 
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ΔG = RTlnΩ  (12) 
where Ω is the saturation state and can be defined as: 
sp
COCa -23
2
K
αα
Ω
+
=  (13) 
where Ksp is the solubility product of calcite. Luttge [37, 59] has studied the impact of surface 
defect density on mineral dissolution rate and concluded that the impact of etch pits 
development is dependent on the ΔG value. Teng [60] further developed the theory and 
extended the discussions to the far-from-equilibrium saturation conditions, in which ΔG is less 
than -12 kJ·mol-1. They conclude that under such conditions, etch pits are able to form 
spontaneously on calcite surfaces without the presence of crystal defects. The unassisted and 
spontaneous two-dimensional pit nucleation events outnumbered those formed from pre-
existing defect sites. As a result, when ΔG is less than -12 kJ·mol-1, the effect of dislocation 
density on calcite dissolution rates is insignificant [36]. In this study, ΔG for all the conditions 
studied was between -20 kJ·mol-1 and -27 kJ·mol-1 after 20 min elapsed time. Similar 
conclusions were supported by Blum [61] and Schott et al[62]. Blum investigated quartz 
dissolution at far-from-equilibrium conditions and summarised that the dissolution rates of the 
high and low dislocation density quartz were indistinguishable in both distilled water at 80°C 
and in 0.2 M HF at 295 K. Schott et al. [62] have reported calcite dissolution for both strain 
and unstrained samples and noticed that dislocation only plays a dominant role in enhancing 
calcite dissolution when a critical defect density is reached.  
 
3.4. Impact of CO2 pressure on calcite dissolution rate 
The majority of published calcite dissolution studies, whether macroscopic (e.g. using batch 
or mixed-flow reactors) or microscopic (e.g. using AFM), have investigated low CO2 partial 
pressure conditions, ranging from 0.04 kPa to 100 kPa ([14, 15, 26, 46]).  It is typically found 
that the impact of dissolved CO2 is very limited under such conditions, especially when the 
solution pH is low [60].  As a result, the first term in Eq. (4) dominates and the rate equation 
simplifies to Eq. (9) [13, 53]. However, this situation may not prevail at CO2 storage reservoir 
conditions where the partial pressure of CO2 can range up to 10 MPa ([2, 6]), leading to an 
almost 100 fold increase in dissolved CO2 [63]. Due to the low pH conditions of the solution, 
the majority of the dissolved CO2 remains as CO2 (aq) [64] and its impact on the calcite 
dissolution rate can be significant.  
 
The recent study by Pokrovsky [27] has shown that the impact of CO2 can be very large at 
higher pressure. However, this increase was mainly attributed to the pH drop during CO2 
dissolution. The calcite dissolution rate increased by a factor of 8 when the CO2 pressure 
increased from (0.1 to 2.5) MPa. However, this dependence did not persist beyond 2.5 MPa 
partial CO2 pressure. In the study reported here, we have observed a continuous increase of 
the dissolution rate with increasing CO2 pressure on all four isotherms studied. This increase 
in the dissolution rate cannot be entirely attributed to the decrease in pH. For example, at 
T = 373 K，the calcite dissolution rate increased nearly two-fold as the pressure increased 
from (10 to 13.8) MPa, while the pH only deceased by 0.04 units. To analyse this behaviour 
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further, the pH of the bulk solution was calculated using the empirical model proposed by Peng 
et al. [55] and )/ln( H+αr  was evaluated at every conditions studied. It can be seen that 
)/ln( H+αr  is not independent of pressure at constant temperature and that it is systematically 
greater than found for calcite dissolution in HCl(aq). Hence it is clear that a single first-order 
heterogeneous reaction does not account for the calcite dissolution rates observed in the (CO2 
+ H2O) system at the temperatures and pressures of interest in this work. Instead, the first two 
terms in Equation (4) both appear to play a significant role. 
 
The kinetics of calcite dissolution have typically been described using the classic transition-
state-theory (TST) which leads to equation (4). However, recent studies have suggested some 
limitations of such a modelling approach, particularly at the saturation regime in which the 
dissolution rate (r) is highly non-linearly depended with the Gibbs free energy (ΔG) [37]. 
Various models have therefore been proposed to correlate the sigmoidal trend in the 
dependence of r upon ΔG. Other models based on experiments using microscopic 
measurements were also proposed and a surface energy spectra approach was suggested to 
describe the reaction kinetics [38]. However, the TST-derived rate laws are still preferred for 
implementation in geochemical modelling codes describing rock-fluid interaction, due to their 
simplicity and the large number of published rate constants data [41]. Additionally, Teng has 
recently proposed that the TST model is able to depict the relation between r and ΔG when 
the system ΔG falls from its extrema (-12 kJ·mol-1) [36].  Finally, the lack of integration on the 
number and the distribution of reactive sites into the TST-based kinetics model may be 
overcome by using crystal surface roughness as a proxy [41]. Hence, in this paper, we 
continued our analysis based on Eq. 4. to quantify the impact of high CO2 partial pressure on 
calcite dissolution kinetics.  
 
The species denoted H2CO3* in reaction (2) is the sum of dissolved molecular CO2(aq) and 
H2CO3 in the aqueous system and the overall equilibrium for the bicarbonate system can be 
described as follows [65, 66]: 
              HCOH*COH OH CO -33222 +==+
+  (14) 
The small dissociation constant of H2CO3* (10-2.5 to 10-3) and the relatively low pH under 
investigation indicates that the equilibrium is strongly in favour of CO2 (aq) [65, 66]. Hence, in 
our analysis, the activity of H2CO3* (αH2CO3*) was approximated by the activity of dissolved CO2 
(αCO2), which was obtained from the correlation proposed by Hou et al. [57]. Additionally, since 
k3 is typically on the order of 10-7 mol·m-2·s-1 [15, 24, 58], reaction (3) was omitted. The rate 
constant k1 was obtained from the present kinetic data for calcite dissolution in HCl, leaving k2 
to be determined from the surface dissolution rates observed in the (CO2 + H2O) system. The 
resulting values of lnk2 are plotted against inverse temperature in Fig 12 and exhibit a good 
linear relationship, essentially independent of pressure. Taking the standard uncertainties of 
r, k1, pH and αCO2 into consideration, the overall standard uncertainty of k2 (uk2) with a 95% 
confidence level was calculated from the relation 
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and was found to be less than 20%. Extrapolation of the linear fits shown in Fig 12, gave k2 = 
(3.0 ± 0.5) × 10-7 m·s-1 at T = 298.15 K. Similar values have been reported in the literature. 
Plummer et al.[15] found k2 = 3.4 ×× 10-7 m·s-1 while Chou et.al [24] reported a value around 
5 × 10-7 m·s-1 based on measurements in a fluidised bed reactor. The difference between the 
k2 value evaluated in this study and the one found by Chou et al. could be attributed to the 
large uncertainty of the value obtained by Chou et al. They suggested in their conclusions that 
the contribution of H2CO3* was not important under their experimental conditions. Teng [36] 
and Giudici [67] have recently measured dissolution rates for calcite on a microscopic scale 
using AFM under surface-reaction-controlled, far-from-equilibrium, conditions. Using equation 
(4) as the kinetics model, with k3 neglected and the values of k1 and k2 proposed in this study, 
we find very good agreement with the dissolution rates reported by Teng and Giudici. Teng 
reported a dissolution rate of 4.0 × 10-7 mol·m-2·s-1 at T = 298 K and ambient pressure while 
the value calculated from our model is (3.7 ± 0.7) × 10-7 mol·m-2·s-1 at the same temperature 
and pressure. Giudici found a dissolution rate of 2.3 × 10-7 mol·m-2·s-1 at T = 295 K and ambient 
pressure conditions, while our calculated value is (1.8 ± 0.36) × 10-7 mol·m-2·s-1.  
  
 
4. Conclusions 
In the present study, calcite dissolution experiments have been performed in CO2-saturated 
H2O at four temperatures from (323 to 373) K at pressures in the range (6.0 to 13.8) MPa, and 
also in HCl(aq) over a similar temperature range. A specially-designed batch reactor system, 
implementing the rotating-disc technique, was used to eliminate mass-transfer resistance and 
access the reaction rates under surface-reaction-controlled regime at far-from-equilibrium 
conditions. Examination of the calcite dissolution rate in both CO2-saturated water and 
aqueous HCl portrays the limitations of using a single first-order heterogeneous reaction 
equation to predict the calcite dissolution rate, particularly for (CO2 + H2O) system at elevated 
temperatures and pressures. 
 
Furthermore, it was found in this study that CO2-promoted dissolution can play a significant 
role in the kinetics of calcite dissolution. The calcite dissolution rates in the (CO2 + H2O) system 
obtained in this study increased with the increase of CO2 partial pressure. A rate equation 
representing parallel reactions involving H+ and CO2(aq) was shown to provide a good account 
of the data, and the activation energies determined for these two reactions were found to be 
in reasonable agreement with the literature. The calcite dissolution rate calculated using the 
proposed kinetics model has shown good consistency with other “macroscopic” data from 
rotating-disc reactors and “microscopic” studies using AFM.  
 
Additionally, the evolution of surface morphology was evaluated during the calcite dissolution 
process using VSI to study the effect of initial defect conditions on the calcite dissolution rate. 
A comparison of the measured rates for several calcite samples that underwent various pre-
treatment steps showed little distinctions between the samples despite the difference in initial 
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defect density. The “sawtooth” surface topography and the rapid emergence of a dynamic 
steady state dissolution behaviour suggest a layer-by-layer dissolution behaviour along the 
calcite surface. This supports the conclusions of Teng [36] that, at far-from-equilibrium 
conditions, initial defect density does not affect the calcite dissolution rate. The dissolution rate 
data and the activation energy parameters proposed in this study should facilitate more 
rigorous modelling of mineral dissolution in deep saline aquifers used for CO2 storage. 
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Table 1: Calcite dissolution rate r in the (CO2 + H2O) and (HCl + H2O) systems at temperatures 
T, pressure p and angular velocities ω. 
 
Dissolution Media T p ω r  Saturation 
Index (SI)a 
Gibbs Free 
Energy (ΔG) 
pH of the bulk 
solution b 
 K MPa s-1 mol·m-2·s-1 kJ·mol-1  
        
HCl (0.01 M) 353.15 0.1 31 0.0015 -9.10 -61.52 2.08 
HCl (0.01 M) 353.15 0.1 42 0.0020 -9.23 -62.40 2.08 
HCl (0.01 M) 353.15 0.1 63 0.0028 -8.72 -58.95 2.08 
HCl (0.01 M) 353.15 0.1 73 0.0032 -9.01 -60.91 2.08 
HCl (0.01 M) 353.15 0.1 84 0.0032 -8.50 -57.47 2.09 
HCl (0.01 M) 353.15 0.1 94 0.0032 -11.27 -76.19 2.08 
HCl (0.01 M) 331.15 0.1 73 0.0032 -9.78 -62.00 2.07 
HCl (0.01 M) 323.15 0.1 73 0.0025 -9.68 -59.88 2.06 
HCl (0.01 M) 316.15 0.1 73 0.0023 -9.87 -59.74 2.06 
HCl (0.01 M) 302.15 0.1 73 0.0020 -10.08 -58.31 2.03 
HCl (0.01 M) 294.15 0.1 73 0.0015 -10.28 -57.89 2.00 
HCl (6.1 × 10-4 M) 353.15 0.1 73 0.00019 -7.77 -52.53 3.21 
HCl (6.6 × 10-4 M) 353.15 0.1 73 0.00020 -7.74 -52.33 3.18 
HCl (1.3 × 10-3 M) 353.15 0.1 73 0.00033 -8.42 -56.92 2.90 
HCl (1.6 × 10-3 M) 353.15 0.1 73 0.00043 -9.14 -61.79 2.79 
CO2 + H2O 353.15 13.8 11 0.00092 -3.96 -26.77 3.17 
CO2 + H2O 353.15 13.8 16 0.00094 -3.55 -24.00 3.17 
CO2 + H2O 353.15 13.8 21 0.0015 -3.56 -24.07 3.17 
CO2 + H2O 353.15 13.8 26 0.0017 -3.39 -22.92 3.17 
CO2 + H2O 353.15 13.8 31 0.0016 -3.39 -22.92 3.17 
CO2 + H2O 353.15 13.8 42 0.0016 -3.04 -20.55 3.17 
CO2 + H2O 353.15 13.8 73 0.0016 -3.20 -21.63 3.17 
CO2 + H2O 373.15 6.0 42 0.0010 -3.42 -24.43 3.34 
CO2 + H2O 353.15 6.0 42 0.00077 -3.77 -25.49 3.28 
CO2 + H2O 333.15 6.0 42 0.00071 -4.56 -29.08 3.22 
CO2 + H2O 325.15 6.0 42 0.00056 -4.69 -29.19 3.18 
CO2 + H2O 373.15 10.0 42 0.0013 -2.96 -21.14 3.24 
CO2 + H2O 353.15 10.0 42 0.0012 -3.55 -24.00 3.20 
CO2 + H2O 333.15 10.0 42 0.0010 -3.93 -25.06 3.15 
CO2 + H2O 323.15 10.0 42 0.00081 -4.38 -27.10 3.10 
CO2 + H2O 373.15 13.8 73 0.0017 -3.29 -23.50 3.20 
CO2 + H2O 333.15 13.8 73 0.0012 -3.93 -26.57 3.12 
CO2 + H2O 323.15 13.8 73 0.0010 -3.97 -25.32 3.08 
a: values were obtained by PHREEQC 3.0 and corresponded to 20 min elapsed time  
b: pH values of the (CO2 + H2O) system were obtained using model of Peng et.al [55] for the 
bulk solution at the start of the dissolution process.   
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Table 1: Calcite dissolution rate r in the (CO2 + H2O) for three pre-treated calcite samples at 
353 K and 13.8 MPa.  
 
Sample Surface treatment 
elapsed 
time 
(min) 
Dissolution 
rate 
(mol·m-2·s-1) 
Saturation 
Index (SI) 
ΔG 
(kJ·mol-1) 
1 Polished-perfect 20 0.0015 -4.3 -29 
2 Polished-minor 
defect 
20 0.0015 -4.1 -28 
3 After 10 min 
elapsed time 
10 0.0014 -4.7 -32 
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Figure 1. Schematic of the batch dissolution reactor system: 1, Reactor 1; 2, Reactor 
2; 3, Reactor 3; 4, CO2 Cylinder; 5, N2 Cylinder; 6, Magnetic Driven Stirrer; 7, Syringe 
Pump; 8, Heating Jacket; 9, Liquid Transfer Line 1; 10; Liquid Transfer Line 2; 11, 
Chiller. Experiments in this study used only reactors 2 and 3.  
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Figure 2.Left, end view of the rotating disc with two calcite crystals in place. Right, view of the 
rotating disc system in reactor 3: 1, sampling line; 2, stirrer blades; 3, sample rock holder; 4, 
magnetic drive for internal stirrer.  
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Figure 3: Concentration-time profile c(t) of calcite dissolution in HCl solution at T = 353 K. The 
heavy line shows the linear regression for t≤ 20 min from which the initial slope was determined.   
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Figure 4: Calcite dissolution rate r as a function of sample angular velocity ω: , calcite 
dissolution in the (CO2 + H2O) system at T = 353 K and p = 13.8 MPa; , calcite dissolution 
in 0.01 M HCl system at T = 353 K. The experimental uncertainties are comparable to the size 
of the plotting symbols.  
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Figure 5. Reaction rate r and reaction rate constant k1 for calcite dissolution in HCl(aq) at 
T = 353 K as a function of solution pH:, reaction rate r; , reaction rate constant k1; dashed 
line, mean value of k1.  
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Figure 6. The effect of temperature T on reaction rate constant k1 in the absence of CO2: , 
experimental data. The error bars represent the expanded uncertainty of the lnk1 values 
determined in this work. Solid line shows the linear regression to obtain the activation energy.   
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Figure 7: Concentration-time profile c(t) of calcite dissolution at T = 353 K and p = 13.8 MPa. 
The heavy line shows the linear regression for t≤ 20 min from which the initial slope was 
determined. The hollow points represent the uncorrected concentration obtained from the IC 
while the solid points correspond to the re-calculated dissolved amount incorporating the pH 
change.  
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Figure 8: Calcite dissolution rate in the (CO2 + H2O) system as a function of temperature T:, 
p = 6 MPa; , p = 10 MPa; , p = 13.8 MPa. The experimental uncertainties are comparable 
to the size of the plotting symbols. Solid lines show linear regressions. 
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Figure 9. Vertical scanning interferometry images of calcite surfaces before and after reaction 
in (CO2 + H2O) system at T = 353 K and p = 13.8 MPa: (A) before reaction; (B) after 10 min 
elapsed time;  (C) after 20 min elapsed time;  (D) after 60 min elapsed time;   
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(3a) 
 
Figure 10. Effect of initial surface texture on vertical scanning interferometry images of calcite 
surfaces before and after reaction in (CO2 + H2O) system at T = 353 K and p = 13.8 MPa: (1) 
Sample 1 before reaction; (2) sample 2 before reaction. (3) Sample 3 before reaction; (1a) 
Sample 1 after 20 min elapsed time; (2a) Sample 2 after 20 min elapsed time. (3a) Sample 3 
after 10 min elapsed time; 
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Figure 11. Relationship between )/ln( H+αr  and 1/T in the (CO2 + H2O) system: , p = 6 MPa; 
, p = 10 MPa; , p = 13.8 MPa. Also , k1 for calcite dissolution in the (HCl + H2O) system. 
The experimental uncertainties are comparable to the size of the plotting symbols.   
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Figure 12. The effect of temperature T on the reaction rate constant k2 for the reaction 
between calcite and H2CO3* in the (CO2 + H2O) system at pressures of (6.0, 10.0 and 13.8) 
MPa. , p = 6 MPa; , p = 10 MPa; , p = 13.8 MPa. The error bars represent the expanded 
uncertainty of the lnk2 values determined in this work. Solid line shows the linear regression 
to obtain the activation energy.  
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